Equations that described the thermodynamic properties of the NaBr + H 2 0 system were obtained from a fit to experimental results for this system. The experimental results included in the fit spanned the range of temperature of approximately 260 to 623 K and the range of pressure from the vapor pressure of the solution to 150 MPa. New equations and/or values for the fonowing properties are given in the present work: 1) the change in chemical poten.tial with respect to temperature and pressure for NaBr(cr), valid from 200 to 900 K, 2) ~fG~and .6.fH~for formation from the elements for NaBr(cr) for 298.15 K and 0.1 MPa, 3) A.fG~ and Ad/rit from the elements, as well as S~ and C;, m, all for 298.15 K, 0.1 MPa for NaBr-2H 2 0( cr), 4) the change in chemical potential for both NaBr and H20 in NaBr(aq) as a function of temperature, pressure, and molality, valid from 260 to 600 K and from the vapor pressure of the solution to 150 MPa.
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a Introduction
Three equations were used to represent experimental results for the NaBr + H 2 0 system. These were: 1) the to 900 K, was obtained from fitting heat-capacity, enthalpy-change, and density measurements, and is described in Sec. 2. Section 3 gives an estimate of the molar heat capacity for 298.15 K and 0.1 MPa for NaBr·2H 2 0.
The equation for the changes in chemical potentials with respect to temperature, pressure, and molality for NaBr(aq) was obtained from a global fit to selected values of thermodynamic measurements for the aqueous system. The matrix of experimental values contained measurements of volumetric properties, solvent activities, enthalpy changes, heat capacities, and solubilities from the solid phases. This equation and its agreement with experimental values is described in Sec. 4. Section 5 describes the thermodynamic properties for the dehydration reaction of the dihydrate crystal.
Thermodynamic Properties of NaBr{ cr)
The equations for the heat capacity of anhydrous N aBr given by Pankratz 2 and by Kelle~ did not appear to be satisfactory for the purpose of calculating the solubility equilibrium for the present work. Kelley's equation was based on the enthalpy-increment measurements of Magnus,4 these being the only experimental results available. Pankratz's equation was obtained from a fit to the more recent enthalpy-increment measurements of Gardner and Taylor.s Extrapolation of Pankratz' s equation to temperatures less than 298.15 K showed a minimum in the heat capacity. The temperature of this minimum was calculated to be 283.4 K. This minimum can be avoided by inclusion of the heat-capacity results of Gardner and Taylor 6 for the temperature region of interest. In order to obtain an equation for the molar heat capacity of NaBr(cr) ·.,,,lid for the range of temperature of interest in i.hc current work, an equation of the form: In order to assess the accuracy of the heat-capacity results of Gardner and Taylor the following comparisons were made. A plot of the difference of Gardner and Taylor's heat~capacity results from those of Berg and Mor~ rison,7 for NaI(cr), was made. Overlayed on this plot were the differences between Morrison and Patterson's8 and Ginnings and Furukawa's9 heat-capacity results for the Calorimetry Conference sample of aluminum oxide; the two sets of Morrison' s results were obtained with approximately the same calorimeter. This plot indicated agreement of the three sets within 0.2% to 0.4% from 80 to 255 K. The pattern of the difference of Gardner and Taylor's results from those of Morrison is similar to that of the difference between Ginnings and Furukawa's results and those of Morrison. Birch et al. tO measured the heat capacity of NaBr(cr) for temperatures below 20 K; these values were in good agreement with Gardner and Tay~ lor's heat capacities. It was assumed that the uncertainty of Gardner and Taylor's heat-capacity calorimetric method was 0.2% for the temperature region of the values included in the data fit. The agreement of Birch et al. ' s and Gardner and Taylor's low-temperature heat capacities, combined with the observation that S:, cr is only 1.46 J·K-t·mol-t for 20 K,6 indicates that little significant change of the 298.15 K value for S~, cr given by would be obtained from a re-evaluation of the low-temperature heat-capacity results (for example, a one percent difference in the heatcapacity results for temperatures less than 20 K alters the 298.15 K heat-capacity value by 0.02 JoK-t·moI-t, significantly less than the uncertainty in the value). Thus, Gardner and Taylor's value of S~, cr for 298.15 K was used for the present work.
The temperature dependence of the heat capacities calculated from Gardner and Taylor's enthalpy-increment measurements, as either the average heat capacities or calculated from a fitted equation, e.g. values in Gardner and Taylor's Table 2 ,5 did not agree with the temperature dependence of their heat-capacity results. The difference· between these two sets of results corresponded to a systematic error of 0.4% in either the enthalpy-increment results or in the heat-capacity results, but not both. An average heat capacity from 372 to 290 K calculated from Magnus' enthalpy-increment results did show good agreement with the temperature dependence of the measured heat capacities. On the basis of this comparison the uncertainty assigned to Magnus' results was 1.0% and that assigned to Gardner and Taylor's enthalpy-increment results was 3%. This latter value was somewhat larger than the actual inaccuracy of their measurements and was chosen in order that the larger number of experimental points did not cause undue skewing of the fitted curve in the region where the more accurate experimental results existed. Weighting factors for Eq. (1) were calculated from these estimates of uncertainty. The least-squares estimated parameters for Eq. (1) are given in Table 1 . The weighted residuals from the fit are shown in Fig. 1 The parameters d and e are given in Table 1 . The compressibility of NaBr(cr) is small in the temperature range of interest here and was not included in the equation for the molar Gibbs energy of the anhydrous crystal.
The equation for the molar Gibbs energy of NaBr(cr) is:
Pr where Tr and pr were chosen as 298.15 K and 0.1 MPa. G~, cr, TrPr is not experimentally accessible. The thermodynamic properties for formation (~tG~, ~rH~) of both NaBr(cr) and NaBr o 2H 2 0 (cr) for 298.15 K, 0.1 MPa are discussed in a subsequent section. 'mollI2 , respectively, VM and vx"are the stoichiometric numbers of cations and anions formed upon dissociation. AcjI is the Debye-Hiickel coefficient for the osmotic coefficient.
Occasionally it is found that Eqs. (5, 6) do not give as satisfactory a representation of experimental data as may be desired. In such cases, additional terms of increasing order in molality are often appended to Eq. (5), e.g. DMXm 4, EMXm 5, etc. When the properties of a high-order polynomial are considered, one wonders if these highorder molality functions are always the most useful solution to the problem. In the present work an alternate modification of Pitzer's equation was used. For the reasons given for the ionic-strength dependence of the second viTial coefficient,12 an ionic-strength dependence of the third virial coefficient is not unexpected. An ionic-strength dependence of the third vi rial coefficient was assumed for the present work. For simplicity, it was assumed that the functional form of the ionic-strength dependence of the third vi rial coefficient was similar in nature to that for the second viria} coefficient, for the osmotic coefficient. This assumption results in an ionic-strength dependent CMX that is expressed for the present work as:
where C~~ and C~~ are adjustable parameters, dependent on temperature and pressure. The ionic-strength dependence of the third virial coefficient improves the quality of fit for N aBr( aq), the present work, and also for NaCI(aq) and Na 2 S04(aq), as yet unpublished work. For NaCI(aq), optimum values of a2 were found to be near 2 kg 1f2 'molJa , the same as the value of a in Eq. (6). Thus we take a2 in Eq. (7), and throughout the remainder of this work, to be the same as a in Eq. (6).
The excess Gibbs energy, Gex, is related to the Gibbs energy of the solution, G, as: (8) where n 1 and n2 are the number of moles of solvent and solute, respectively, m is the stoichiometric molality, n is the number of ions formed upon complete dissociation of the electrolyte and m is 1.0 mol·kg-1 • The standard-state molar Gibbs energy for solvent and solute are G~, 1 and G~, 2 , respectively. The standard states were chosen to be pure liquid for the solvent and the hypothetical one molal ideal solution for the solute, at the temperature and pressure of interest, rather than at the temperature of interest and an arbitrary pressure. The Debye-Hiickel coefficients used in the present work were calculated from the equation of state for water of Hill.
1 the dielectric-constant equation of Archer and Wang,14 and the definitions given by Bradley and Pitzer .15 Appropriate differentiation of Eq. (5) leads to the osmotic coeffiCient, <1>, and the stoichiometric activity coefficient, 'Y±,: 
The relative apparent molar enthalpy, L., is: /'lh2vMvxRT2(mBldx + m 2vMZMCldx) where:
and whereAH is the Debye-Hiickel coefficient for apparent molar enthalpy. The constant-pressure apparent molar heat capacity, C p ,., is:
where:
and whereA c is the Debye-Hiickel coefficient for apparent molar heat capacity and C;, m, 2 is the standard-state molar heat capacity of the solute. The apparent molar volume of a solution, V., is:
and whereAv is the Debye-Hiickel coefficient for apparent molar volume and V:, 2 is the standard-state volume of the solute. In order to avoid the complex temperature and pressure behavior ofV~,2 and C; 'm, 2, Eqs. (17, 14) were rewritten, following, in part, the example of Rogers and Pitzer. 16 The analogous equation for a reference molality was subtracted from the appropriate equation for the molality of interest to obtain, in the case of V., (20) where me is the chosen reference molality and Ir, V., me THERMODYNAMIC PROPERTIES OF THE NaBr + H20 SYSTEM 515 are the ionic strength and the apparent molar volume that correspond to me, respectively. Vq" me has a less extreme temperature and pressure dependence than does V~, 2, however, this temperature and pressure dependence may be reduced further by rewriting Eq. (20) as:
where Uw is the volume of 1 kg of water, V(mr) is the volume of a quantity of solution of molality mr which contains 1 kg of water and nr is the number of moles of solute in this quantity of solution. This rearrangement requires the definition of the apparent molar property, which is:
where X is the measured property for a qnantity of so]ution containing nl moles of solvent and n2 moles of solute.
X(mr) is the desired slowly changing function, if mr is chosen to be sufficiently large. In the present work mr was chosen to be 6 mol·kg-1
• Equations similar to Eq. (21) may be written for the other apparent molar properties. The analogous equation for apparent molar heat capacity is:
where Cp (me) is the heat capacity of a quantity of solution containing one kg of solvent at the desired temperature and pressure and cp, w is the heat capacity of one kg of water. The pressure dependence of Cp(mr)/nr is contained in V(me)/nr and so the only additional variable parameters introduced were those which described the behavior of Cp(mr)/nr along an isobar. This isobar was chosen to be 0.1 MPa; other choices had little effect on the overall quality of fit. Cp(mr)/nr along this 0.1 MPa isobar will be referred to as Cp, Pr(mr)/nr
The partial molar Gibbs energy of the solute in its standard state at temperature T and pressure p, GJri,2, T,p, may be written in terms of the above equations as:
T T P T I ;2 f CP,Pr(mr)/nr dT dT + f V(mr)/nr dp (24) 
Te and pr were chosen to be 298.15 K and 0. 
The first braced term of Eqs. (28, 29) was obtained from Eq. (24) , the second braced term of Eq_ (2X) was obtained from Eq. (4), the third braced term of I ':q. (2()) was obtained from the equation of Hill. I The second braced term of Eq. (29) was expressed as:
Solubility measurements Wefl' inliuded in the global data fit. The two Gibhs l'1ll'1).',il-S (If sulution at the reference temperature, T" and refercllcl' pressure, pr, were treated as adjustahlc p:I ra lilt'll' rs, as was S I~, cr, dihydrate, TpPr' In addition, the l'xIWrillll'nt:1I soluhility results contribute to the determinatioll or thl' parameters for the excess Gibbs energy for I ill' soillt ion through Eq. (24) .
For the dehydr;ltion rt':lclion : 20 adapted this approach to the ion-interaction equation in their representation of the experimental results for HCI(aq) by means of an ion-interaction equation in which the parameters were given as a function of solvent density and temperature. The experimental results considered by Holmes et ale for HCl( aq) did not include much volumetric data, other than those which were, in principle, derivable from the pressure dependence of their enthalpies of dilution. The present work expands on this approach.
A significantly larger range of experimental results that defined the pressure dependence of the excess Gibbs energy existed for NaBr(aq) than for HCl(aq) and so the present case provides a better test of the effectiveness of describing the ion-interaction parameters as functions of temperature and solvent density. The ion-interaction parameters for the excess Gibbs energy for NaBr(aq) were expressed as:
where T is 1.0 K, pO is 1.0 g-cm -3 and m is 1.0 mol. kg-I.
V(mr)/nr and Cp(mr)/nr were taken as functions of T and pas:
where VO is 1.0 cm 3 'mol-t, C; is 1.0 kJ'mol-1'K-t,po is 1.0 MPa. The functions of were scaled so that all of the least-squares estimated parameters would be of the same order of magnitude.
The least-squares estimated parameters, bi,j, are found in Table 2 . The absence of a value for a particular bi, j from Table 2 indicates that it was not used in the final least-squares procedure. The equation for the partial molar Gibbs energy of the solute has explicit variables T, p, and p.
Agreement with Experimental Results
for NaBr(aq)
Reported experimental results were reduced to forms which were a compromise between values that were as close to the actually measured experimental quantity as possible and convenience. This reduction was used so as to remove the influence of changes in the properties of water on the input data set (i.e. the effect of a water property on the calculation of an apparent molar property, the effect of a water property on calibration of an instrument, etc.) and to simplify the weighting of experimental results. At the time the least-squares procedure was executed these experimental values were converted into the appropriate quantity for fitting and a weighting factor was calculated from the expected experimental error for the actual measurement. As an example, consider the case of experimental density results obtained with a pycnometer. A pycnometer is calibrated with a fluid or known density; in the case of aqueous solutions the choice of calibrating fluid is usually water. Rather than record the reported values of either the apparent molar volume or the density of the solution, the value of the density of solution divided by the density of water (pw as reported by the original investigator), pJpw, was stored in the data base. (Simple rearrangement of the equations used for both the calibration of the pycnometric vessel and the subsequent determination of the solution density shows that the quantity PJPw is the direct result of the experimental observations, i.e. the weighings.) The fitting program calculated the apparent molar volume from the value of PJPw using the Pw calculated from the chosen equation of state for water. The experimental uncertainty in apparent molar volume was also calculated from the expected uncertainty in pJPw. In this way, the value to be fitted was free from uncertainties due to the difference in the investigators'choice of water density and that calculated from the presently chosen equation ot" state t"or water, as we]] as the change in definition of the liter and changes in atomic weights. water, as well as the change in definition of the liter and changes in atomic weights. With occasional exceptions, weighting factors were defined as the inverse of the square of the expected error in the measurement (I/O"cxp)2. Exceptions to this are described in the text. Explanations of the differences of the experimental uncertainties used in this work from those described by the investigators are described in the text.
Volumetric Properties
Volumetric results included in the data representation for NaBr(aq) spanned the temperature and pressure ranges of 273.15 to 623.15 K and from near the vapor pressure of water to 150 MPa. A list of the volumetric results considered for the global data fit is given in Table 3 .
Samples of NaBr obtained from chemical-supply houses usually contain some small amount of chloride impurity. The chloride impurity cannot be removed by recrystallization from water. Indeed, recrystallization from water increases the concentration of chloride in the pre· cipitate. 4z Gibson and Loeffler;) showed that repeated reo crystallization of N aBr from water created significan1 errors in the observed density of concentrated solutions and that this error became larger with each recrystallization. They also showed that repeated recrystallization oj NaBr from aqueous hydrobromic acid yielded a sample oj NaBr of which the density of aqueous solutions did nol change with repeated recrystallization. Despite these results, some of the literature references to density measurements described their NaBr( cr) as having beell repeatedly recrystallized from water. When all othel things were equal, experimental volumetric results obtained from recrystallized samples of NaBr( cr) were given significantly smaller weights for the least-square~ procedure.
The reported experimental volumetric measurement~ for NaBr(aq) were classified in one of five different categories. Pycnometric and other results in which a calibra· tion with a single reference fluid (water) was performed 'cm- 3 , lowest molality for 298.15 K given an insignificant weight in the least-squares procedure, CTfit does not contain the residual for this point. i Units are cm 3 .g-1 • Results for temperatures less than 373.15 K (1exp = 3000 X 10-6 cm 3 .g-1 , CT cxp = 5000 x 10-6 cm 3 .g-1 for temperatures greater than 373.15 K j Units are g·cm-THERMODYNAMIC PROPERTIES OF THE NaBI!' + H20 SYSTEM were recorded as the ratio of solution density to water density, ps/Pw, where the water density value was that reported as having been used in the calibration of the apparatus. Vibrating-tube densimeter and magnetic-float densimeter results were used as the difference in density between solution and water, ps -pw. Vibrating-tube densimeters require a calibration with two reference fluids of known densities and so are not as amenable to reduction as pycnometric results. Results from vibrating-tube densimeters, including those designed for operation at nearambient conditions, are subject to systematic errors in the calibration constant. These errors appear to be dependent on the choice of calibrating fluid. ing-tube densimeters, as wen as methods which may be used to correct for such effects~ have beem reported by Archer et ai.44 for aqueous surfactants and by lViIajer et al. 45 for aqueous electrolytes. Tlhus~ th.e potentnaHy lower accuracy of these instruments, for concentrated solutions, does not warrant reduction of these values for water calibration errors. Values obtained by means of a dHatometer are the change in volume for a given change in concentration and were described as .6.di\JI~. These values were treated in the same way as enthalpy of dilution values, adilL~. Values of V~ and ps for which insufficient information existed with which to reduce these values to their experimentally measured quantities were recorded as such. These values were usually, but not always, given lesser weight for the least-squares procedure. 
10
O. 345 results was 511 x 10-6 g·cm-3 • In the region of temperature in which there was an overlap of the results of Majer et al. with those of Gibson and Loeffle~6, there also appeared to be a systematic difference for pressures significantly removed from ambient. The average weighted error for some of Majer's sets of measurements were: -0.005 for 321.7 K and 0.8 MPa; -1.6 for 321.7 K and 32.2 MPa; -1.47 for 347.6 K and 0.8 MPa; and -3.3 fO! 347.6 K and 32.5 MPa. These values 3 showed that there existed a discrepancy of the pressure dependence of Majer's results from those of Gibson and Loeffler's and that the sign of this discrepancy was the same as that observed for the difference between Gates and Wood's40 values from Gibson and Loeffler's. Additionally, the value 01 this difference was approximately the same for both sets and not strongly dependent on temperature between 298 and 358 K. The densimeter used by Majer et al. was similar to that of Gates and Wood. Majer's densimeter was calibrated with H 2 0, D 2 0, and occasionally N2, whereas Gales and Woou useu H20 anu Nz. Bulh methods uf calibrating did not detect this 0.4% discrepancy in the pressure dependence of the calibrations and so the difference between the vibrating-tube densimeter results and those from the compression apparatus was perplexing. Similar differences were not found for NaCl(aq). Although there existed this difference for N aBr( aq). it must be observed that it was a percentage error in ps -Pw, not in ps, and so for low concentrations the vibrating-tube apparatus stm yielded ps -pw results which were orders of magnitude more accurate than those obtained with conventional high-temperature PIT methods. The r.m.s. error for a (Crudely speaking, the average weighted error should be zero if the source of error is random and the sample is sufficiently large, a nonzero value between 1 and -1 is indicative of a systematic errOl that falls within the estimated standard error of the measurements, absolute values of the average weighted error larger than 1 indicate a systematic error larger than the estimated standard error of the mea· surements.)
Egorov el al:s results was 3900 x 10-6 gocm-\ which was within their stated uncertainties.
There does not exist a thermodynamic relation between the speed of sound in a solution and the isentropic compressibility, f3s. If absorption of the propagated wave is small for the selected frequency and other uncertainties are also small,102 then the isentropic compressibility can be approximated as: (40) where u is the speed of sound. The isentropic compressibility is related to the isothermal compressibility, 13, as:
where a. and Cp , ' are the expansivity and the specific heat capacity of the solution. Figure 4 shows a comparison of the isentropic compressibility calculated from the fitted equation and that calculated from reported speeds of sound for 298.15 K. A list of the solute and solvent activity, enthalpy of dilution and beat-capacity data sets considered for the present work is given in Table 4 . A significant portion of the available data was excluded from the final least squares fit. Most of these sets were excluded because of incompatibilities with the remainder of the data sets.
It has not been possible to create an accurate and reversible sodium metal electrode for use in aqueous systems and thus the most reliably measured solute activity coefficients for N aBr( aq) were those obtained by means of bromide concentration cells. Concentration-ceH measurements yield thc ratio of activity coefficients of two solutions, one for each concentration. Concentration-cell results were thus stored in the data base as the ratio of the two activity coefficients, "Ii"!I. The logarithm of 'Y2i"{1 was treated in the least-squares procedure as the difference in the logarithms of the activity coefficients for the two molalities. Harned's50 and Harned and Crawford's51 measurements appeared to be the most accurate of these results. Tanner concentration dependence of their measured heat capac~ ities from values calculated from the second temperature derivative of Harned and Crawford's activity coefficients. This discrepancy was large enough to cause difficulties in fitting to the thermal data for the present work. The following procedure was used to determine which of these two data sets was in error. White et al. measured the ratio of heat capacity of solution to that of water in their mass-flow calorimeter, whereas Tanner and Lamb measured the heat-capacity ratio of two batch calorimeters (vapor space corrections baving been applied). In order for the experimental !l.C p • q, to have agreed as wen as it did with the llC p , <p calculated from the volumetric fit, either the systematic errors in both sets of heat-capacity results were smaller than ± 2 to the latter of these two choices seemed the more unlikely, the heat capacity data were treated as though they had the experimental uncertainties estimated by the authors and the data of Harned,50 and Harned and Douglas 49 were given an im:ignifkant weight in the fit to the data.
The O"exp for Harned and Crawford's In( 'YzI"/l) values was given a value 0.02. Figure 6 shows the systematic difference between the globally fitted equation and the 4.0 mol'kg-1 activity coefficient results of Harned and Crawford vs. temperature. This difference is seen to be not unrealistically large in both the figure and in the r.m.s. deviation from the fitted equation, as given in 
where the dlnfferencc in cilcmicl! potentia]s for the vapor and the Iiquid at Hw kmpcratufc and pressure of the solution, G~, I, g -(G\~~. j, was calculated from the equation of state for water. Because the vapor pressure of the 50-h.rdon can be several r-IilPa less than the vapor pressure of the solvent (c.g. T > 500 K), Ego (45) entailed the use of the of srMe for condiltions of T arndJ p substan- 's, and Kirgintsev and Luk'yanov's60 isopiestic molalities, were calculated from Clarke and Glew's78 equation for NaCI(aq). Osmotic coefficients for Penciner and Marcus,s7 isopiestic molalities of NaBr(aq) and CaCh(aq) were calculated by means of an equation
for CaCh(aq) reported by Garvin et al. 79 Penciner and Marcus' results were given an insignificant weight in the least-squares procedure because their results showed a systematic negative bias from the other osmotic coefficient results. The value of the activity of water for a saturated solution of NaBr for 298.15 K, 0.557 ±O.OOl, given by Stokes and Robinson was used as given. Their uncertainty for the activity of water for the saturated solution corresponded to an uncertainty of ± 0.01 in the osmotic coefficient. Figure 7 shows the differences between the osmotic coefficients calculated from the freezing-point depressions and the fitted equation. There was a small systematic difference between the results of Damkohler and Weinzerl Osmotic coefficients calculated from their results showed some qnalitative agreement with the fitted equation for molalities larger than 2-3 mol·kg-1 (Fig. 10 ). in their work. However, these differences were small when compared to the magnitude of L + (Fig. 11) .
THERMODYNAMIC PROPERTIES OF THE NaBr + H20 SYSTEM ..c 73 Residuals that were systematically biased 2 to 4 times larger than White et al. ' s expected uncertainties were found for the 577 K data set. There also existed poorer precision in the 577 K results than for temperatures either greater or lesser than 577 K, which suggested the possibility of an experimental difficulty in this particular isothermal data set. The flexibility of the cubic-spline fitting method, used by White et al. in their fitting to these results, is such that a greater uncertainty of this one isothermal set of measurements, in a region where Cpo ciI was changing rapidly with temperature, might not have been immediately visible. Figure 15 shows NaBr'2H20(cr) and NaBr(cr) Till this point no experimental results have been described that enabled determination of the two Gibbs energies of solution and the molar entropy of the dihydrate listed in Table 2 . In principle, the representations of the experimental results described to this point, when combined with the appropriate reference-temperature Gibbs energies of formation and the standard entropies for each of the species, should be sufficient to calculate the solubilities of the anhydrous and dihydrate solid phases of J. Phys. Chern. Ref. Data, Vol. 20, No.3, 1991 N aBr as a function of temperature and pressure. Figure  16 shows some of the solubility values given by Linke,so and Eddy and Menzies,s1 the latter values having not been included in Linke's compilation. The pressures for these measurements were either 0.1 MPa or the saturation vapor pressure. Values of the solubility calculated from combination of a preliminary representation of the previously described results and the formation properties of Wagman et al. 82 are also shown in the figure. In some of the preliminary data representations the difference of the calculated solubilities from the observed values were significantly greater for NaBr(cr) than for NaBr-2H 2 0(cr) , near the 0.1 MPa triple-point temperature. This observation implied that it was probably not the solution-property representation which was causing the observed discrepancy with experiment. It was also observed that for the dihydrate solubility, the calculated temperature dependence of the solubility was in error, whereas for the anhydrous solute there was a nearly temperature-independent difference between the observed and calculated values. Examination of the equations A potential source of these errors can be supposed. In the remainder of this section it is to be realized that the Gibbs energy of formation and/or enthalpy of formation and/or entropy of NaBr(aq) were required for the calculations. For brevity this will not be explicitly stated for each case. Wagman et al.'s82 value for the 298.15 K entropy of the dihydrate phase apparently was obtained from a value for the 298.15 K Gibbs energy of solution for the dihydrate and the value for the enthalpy of solution of the dihydrate recommended by Parker. 83 This Gibbs energy of solution required knowledge of the solute activity coefficient of NaBr(aq), the osmotic coefficient and the saturation molality. The present work indicated that the changes in the solvent activity coefficient sufficient to adjust the solid phase entropy to a value consistent with the temperature dependence of the solubility results were not acceptable in terms of the accuracy of the available measurements. This left the choice of the value for the enthalpy of solution as a possible source of error for the dihydrate entropy. In order to obtain more reliahle V;dlh:S for t he thermodynamic properties for formation tlr thl' two solid phases, solubility measurements from 2:')3.15 K to 523.15 K were incorporated in the Icast-sqll:!res procedure and the two Gibbs energies of solution :Illd tht.' 298.15 K molar entropy of the dihydrate W\,""l~ also included as adjustable parameters in till..'° glohal data fit The solubility measurements were given sufficient weight to ensure an accurate represcni;ltioil. ThL agrl'cmeni of fitted equation and solubility from ~:5() !'I 520 K is shown in Fig. 17 . The solubility of NaHr, for temperatures near the upper limits of thosl.' dcpickd in K;ig. 17, was outside the region of cone( ntrat ~on gencraHy accepted as being within the limits of applico5hiEi)l of ahe llon-linteraction equation used in the work. Addi1:io1l1!any~ for the combination of large
"-. solubility and large temperature for NaBr(aq), the value of the solute activity coefficient becomes small, and the calculated solubilities become very susceptible to small uncertainties in the small activity coefficient. Thus the agreement for 400 to 500 K was considered to be very satisfactory. The 298.15 K Gibbs energies and enthalpies of formation for NaBr( cr) and NaBr-2H 2 0( cr), given in Table 5 , were calculated from the parameters given in were all less exothermic than the present value. Lange and DUff inadvertently compared their measured enthalpy of solution to a value of the partial molar enthalpy of solution given by Wiist and Lange,87 and so missed the opportunity to comment on the significant difference between their value and the ea.rlier measurements. The value from Samoilov 91 for the dihydrate was slightly more endothermic than the present value, however, this agreement was considered reasonable. The value recommended by Parker was calculated from values given by Thomsen,92 and was less endothermic than the present value.
The simplest explanatnon for the differences of most of the experimental values amongst themselves and from the present calculated values was incomplete stoichiometrry of the solid samples. I I n other words, the NaBr( Clf) was not completely anhydrous, and the NaBr o 2H 2 0 was not compHete]y hydrated. The values of the two calculated enthalpies of solution indicate: 1) at not-completely-anhydrous sarnp!c of thc NaBr(cr) would exhibit an observed enthaJpy of solution ]ess exothermic than the true value; and 2) a no~-compjetely-hydratedl sample of NaBr-2H 2 0 would! exhibit an observed enthalpy of solution less endo,d'dcrmic thmil the true value. Th.ese two observations were nn agireemel!il~ wHh the differences from the present ' calculated from the fitted parameters and the experimental values were possible. One of these explanations was that the values of the 298.15 K thermodynamic properties of N aBr( aq}, given in Refs. 82 and 17, were both significantly in error. This explanation seemed the more unlikely, if only because there existed at least some explanation as to how these values were obtained in Ref. 17 , and because these results were obtained on an individual-ion basis. Additionally, the possibility remains that substantial errors in the isopiestic molality determinations for 298.15 K, 0.1 MPa and molalities greater than 4 mol·kg-1 • Neither of these possibilities could be eliminated from consideration in the present work.
5. NaBr·2H 2 0(cr) = NaBr(cr) + 2H 2 0(g)
The vapor pressure of water above NaBr'2H 2 0( cr) provides another source of quantitative information regarding the Gibbs energies of formation for NaBr(cr} and NaBr'2H20( cr}. The vapor pressure results of Dingemanns,74 from 283.15 to 323.75 K, were also included in the least-squares procedure. Fig. 18 
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were not considered because their vapor-pressure CUlVe for the saturated solution did not intersect the decomposition pressure CUlVe near 323 K. Extrapolation of their equations for the respective vapor pressures gave 366 K as the intersection temperature, a value significantly different from the triple point reported for the solubility measurements and for Dingemans' vapor-pressure measurements. uncertainty in apparent molar volumes and in the changes of Gibbs energy, enthalpy, entropy and heat capacity with respect to pressure might become large, because of the lack of thermodynamic results for this region of T andp. Because the total number of properties which can be calculated from the present equations is so large, no attempt was made to generate tables of all properties for the present work. Tables for a very few selected properties appear at the end of this paper. These calculated properties for NaBr(aq) are: the change in standard-state molar Gibbs energy and molar enthalpy from the values for Tr and pr, standard-state molar entropy, activity coefficient, osmotic coefficient, apparent molar volume, and density of solvent and solution. , is about a factor of three larger than the absolute accuracy of the calibration of the instrument for lower temperatures for NaCI(aq) and so the present level of agreement can be considered an acceptable verification of the present equation. THERMODYNAMIC PROPERTIES OF THE NaBr + H20 SYSTEM -547 
